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The problem in the processing industries regarding the formation of gas hydrate in pipelines 
or equipment have inspired much of the research for better understanding of hydrates. The 
world’s increasing demands for more energy opens for hydrate as a potential energy source. 
For the duration of the last few years, there have been ideas involving using hydrate, since it 
is a solid phase, as a better transport of gases such as methane (CH4). Carbon capture 
involving storage of carbon dioxide (CO2) as hydrate in empty reservoirs would help lower 
the greenhouse gas emission. This requires better knowledge and technology within the 
hydrate field, but the theory of hydrates among scientists is not necessarily in agreement.  
Even though hydrate was discovered in the 1800s, any precise method of determining the heat 
of hydrate formation or dissociation is widely spread. The equilibrium pressure and 
temperature for hydrates are well known and in good agreement among scientists. The 
approaches of measuring or calculating the enthalpy changes of hydrate phase transition are 
implemented by using experiments, the Clapeyron equation or the Clausius-Clapeyron 
equation. The deficiency of information or the estimation of hydration numbers makes the 
experimental results challenging to trust or rely on. Clausius-Clapeyron equation, which is a 
simplified version of the Clapeyron equation, is very popular for calculating the heat of 
hydrate dissociation but is inaccurate at higher pressures compared to the Clapeyron equation.  
The Clapeyron approach relies on equilibrium conditions, and since hydrates cannot reach 
equilibrium in real life, approaches that can calculate for non-equilibrium systems would be a 
better choice. Since the enthalpy change is directly coupled to the change in free-energy, by 
calculating the change in free-energy of the phase change, we can directly calculate the heat 
of hydrate formation and dissociation using residual thermodynamics. The method of using 
residual thermodynamics for hydrate calculation is proposed in this work and is not limited to 
heterogeneous hydrate formation from liquid water and hydrate phase, but can be used to 
calculate for homogeneous hydrate formation from dissolved hydrate formers in liquid water 
also. In this work, the enthalpy of hydrate formation for both CH4 and CO2 hydrates along 
with hydration numbers have been calculated using residual thermodynamics at equilibrium 
conditions from temperatures of 273.16 K to 290.0 K. These values have also been compared 
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Gas hydrates are known to appear in seafloor sediments at several regions around the world, 
seemingly not confined to certain latitudes. Hydrates are very efficient gas collectors, and it is 
estimated that 1 m3 of methane hydrate can release about 164 m3 of methane (CH4) gas under 
standard temperature and pressure conditions (STP) [1].  It has been anticipated that over 15 x 
1012 toe (ton of oil equivalent) of gas hydrate exists around the globe. Only 17-20% of this 
resource can supply the energy demand of the world for 200 years [2]. 
Release of the methane gas into the atmosphere is considering to be a threat to the global 
climate system due to its properties as a potent greenhouse gas. This can cause even more 
hydrate dissociation in sediments or in the permafrost due to the change in temperature, 
releasing even more greenhouse gas [3].  Natural gas hydrates as an energy source are limited 
by the technology of production. Several methods have been proposed, such as pressure 
reduction, dissociation by hot steam (thermal stimulation), but they are too expensive. 
Pilot tests have been faced with trouble due to freezing, and other problems include sand and 
water production. A new, and perhaps better approach is by injection of CO2 into hydrate 
reservoir, replacing the methane inside the hydrate [4]. This technology for natural gas 
production is also of great interest due to storing CO2 in reservoirs, as a replacement for 
releasing it into the atmosphere. Hydrate research is essential for future work.  The history of 
hydrate research is widespread, the first report is nearly 200 years old, and hydrate research 
has played a leading role in the development of modern science. Hydrate scientists these days 
encounter an impressive number of practical challenges. 
The control of hydrate formation, decomposition or hydrate structure, in connection with the 
transportation of gas in pipelines, the sequestration of CO2 (carbon capture and storage), or the 
recovery of natural gas from hydrates. Locating and estimating the quantity of gas in natural 
formations in linking with energy reserves and the potential for global climate change [5] is 
also a challenge. In this thesis, we will investigate how widespread the different values of 
enthalpy of hydrate formation and dissociation in different works of literature have become 
with different approaches, such as Clapeyron, Clausius-Clapeyron and experimental. In 
addition to this, a suggestion of how and why we should use residual thermodynamics as the 





Any production of natural gas from hydrates requires a supply of heat. If the pressure of a 
hydrate deposit is reduced to below hydrate stability pressure, the heat of dissociation must 
still be supplied. Adding heat to dissociate natural gas hydrate obviously needs information on 
the heat of hydrate dissociation. During the injection of carbon dioxide into a methane hydrate 
reservoir, a new carbon dioxide hydrate will be formed, and the released heat of formation 
will be used for dissociation of the methane hydrate.  Reliable data for heats of formation and 
dissociation for hydrates of carbon dioxide and methane hydrate is therefore essential.  
As a first step in the direction of this goal, it is crucial to evaluate what is available of 
experimental data and theoretical methods for calculating these hydrate phase transition 
enthalpies.  The second step is to either extend or modify existing models or develop new 
models for enthalpies of hydrate formation and hydrate to fit the needs discussed above. In 
addition to the needs for enthalpy of hydrate phase transitions as part of concept studies for 
hydrate production, there is a need for consistent enthalpies in kinetic theories for a hydrate 
phase transition. Some existing theories are based on gradients of independent 
thermodynamic variables (temperature and pressure). 
Thermodynamic consistency, however, implies that the resulting thermodynamic variable is 
consistently related. Enthalpy is uniquely related the free energy by trivial thermodynamic 
relationships. Models for describing free energy changes related to hydrate phase transitions 
will, therefore, have a corresponding unique enthalpy change based on the same models. 
This type of consistent approach will apply to Phase Field Theory, Classical Nucleation 
Theory, Multicomponent Diffuse Interface Theory and any other kinetic theory for phase 
transition, which is complete. By complete means that there is implicit coupling between mass 







1.2 Objective and scope 
 
One of the main goals of this thesis is to show how wide the variation, confusion and 
uncertainty within the hydrate literature are, more specifically, the enthalpies of formation and 
dissociation for methane and carbon dioxide hydrates. The other one is to justify the use of 
residual thermodynamics in calculations involving hydrate phase transitions. 
 
 
To achieve these objectives: 
- Research for information available in works of literature involving enthalpies of 
hydrate formation and dissociation for methane (CH4) and carbon dioxide (CO2). 
Experimental data is preferred. 
- Evaluate the different available experimental data 
- Evaluate the other approaches such as Clapeyron equation and Clausius-Clapeyron 
equation 
- Introduce the basic theory of hydrates and how residual thermodynamics can be used 
to calculate the heat of formation and dissociation of hydrates. 
- Calculate the enthalpy of CH4 and CO2 hydrate formation using residual 
thermodynamics at equilibrium conditions within the same range of temperatures as 
the other literature. 
- Make the results easily accessible for other readers and researchers for further work. 
This can be done by inserting the values into a table. 







1.3 Scientific methods 
 
Evaluation of the phase transition of hydrate formation or dissociation discussed in this work 
requires scientific methods such as molecular dynamics (MD) simulation. MD is a computer 
simulation technique useful for analysing the physical movements of molecules and atoms 
(nanoscale) that is allowed to interact with each other for a fixed period of time and provides a 
view of the dynamic development of a hydrate system [6]. However, MD is limited to small 
volume and time scales (nanoseconds), considering that hydrate formation and dissociation is 
a relatively slow process. Other techniques, such as density functional theory (DFT) and 
phase-field theory (PFT) [7] can also be used to study the formation or dissociation of 
hydrates. The concept of density functional theory is that the kinetics of a phase transition is 
proportional to the changes of molecular structures but are limited to geometric scales. 
These structures are directly related to the free energy, and this is where phase-field theory 
(PFT) comes in. PFT makes it possible to scale up and are only limited to the thermodynamic 
description, yet, it requires a considerable amount of computer power to do the simulations 
and using much time to run the simulations. The CPU time would rise more than proportional 
to the number of components, where the integration over concentration includes a differential 
equation of the fourth-order in compare to phase-field, which only goes to second-order 
differential equations [8].  
The choice of the scientific method for this work is a technique called free energy 
minimisation and is based on classical thermodynamics. Residual thermodynamics will be 
applied for all the components and phases via the application of  the Soave-Redlich-Kwong 
(SRK) equation of state. The parameters required by the SRK, such as the chemical potential 
of liquid water and chemical potential for empty hydrate structure have been obtained by 
molecular dynamics simulations (MD). 
The Monte Carlo approach [9] was used to evaluate the differences in enthalpies of hydrate 
formation. The result and outcomes in this thesis are based on the theory and programming 
codes by Professor Bjørn Kvamme. These codes, written in a FORTRAN language and run 
from a Microsoft Developer studio, provide the desired variables. By using software such as 
MATLAB, these values can be plotted, and figures are the preferred method to presents the 





Gas hydrates are solid non-stoichiometric crystalline structures that look like ice but are 
different in various ways. Unlike ice, gas hydrates can form at temperatures above zero 
degrees Celsius, as long pressure is high enough. Such circumstances often occur in oil and 
gas wells, but also in pipeline equipment. Gas hydrate is hydrogen-bonded water molecules 
that form a cage-structure which traps small-sized molecules as guest molecules [10]. An 
empty hydrate without a gust molecule is not thermodynamically stable. Guest molecules 
prevent the hydrate lattice from collapsing and help to stabilise the hydrate. Hydrocarbon 
components such as methane (CH4), ethane (C2H6) and propane (C3H8) are some of the 
typical guests that are not too large or too small to fit into water cavities. 
Non-hydrocarbon also, such as carbon dioxide (CO2), nitrogen (N2) and hydrogen sulphide 
(H2S) are prevalent as guest molecules. Natural gas hydrates, usually methane, occur in the 
pore spaces under ocean sediments or continental sedimentary rock formation [11], and it has 
been estimated that about 97% of all-natural gas hydrates have been located offshore and only 
3% on land [2]. Over the past century, fossil fuels have supplied the majority of china’s 
energy. Their extensive consumption of energy has led to a shortage and environmental 
pollution. China’s research on gas hydrates is progressing rapidly but is still in an early 
developing stage [12].  Gas hydrates may be an alternative energy source for the future, but it 
also causes problems in the industries. Processing plants transporting hydrocarbons are 
always accompanied by reservoir water. Under the right conditions with high pressure and 
low enough temperature, water combined with hydrocarbons can form hydrates that cause 
plugging in pipelines or damage on expensive equipment. 
To avoid hydrate formation during transportation and pressure reduction or heating is not an 
option, there are other alternatives. Adding chemical inhibitors such as methanol or ethanol 
changes the thermodynamic properties of the system by lowering the chemical potential of 
liquid water, making it more stable. Another option is by lowering the fraction of water in the 
gas phase by dehydration. In fact, rusty pipelines are found to increase the risk of liquid water 
drop out (that is causing hydrate formation) by a factor of 18 due to adsorption on hematite 
(rust) [13].  Hydrate formation during transportation of natural gas will not be a topic for this 
thesis, much of this is already covered in a previously published work by our research group 
and can be found in appendix A. 
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2.1 History of hydrates 
One of the first known discovery of hydrates was either done by Joseph Priestly in 1778 or by 
Sir Humphrey Davy in 1810. This is because there is some uncertainty if the experiments 
completed by Priestley with vitriolic air (SO2) at temperatures under the freezing point were 
an observation of ice or hydrate. Sir Humphrey Davy did his experiments with chlorine (Cl2) 
at temperatures above the freezing point, making this the first discovery of “warm ice”. At 
that time, neither of the experiments got any attention among scientists or industrialists. It 
only became an academic interest later as a laboratory curiosity to establish which compounds 
were able to form hydrates and to describe the composition between the water molecules and 
the guest molecules. During this time, fossil fuel such as oil and gas became a central source 
of energy. For transportation, large gas pipelines were constructed in the USA in the 1920s, 
and the formation of plugs during cold periods became a significant problem.  These were 
misjudged as solid ice, not gas hydrate. It was not until the American chemist E.G 
Hammerschmidt identified the problem as hydrate plugging in 1934 that created the 
beginning of modern research for hydrate. 
The challenges to predict and prevent hydrate formation in pipelines and equipment during 
transport or processing has required vast amounts of effort and research. Most of these are 
connected with the work of D. Katz and R. Kobayashi who devoted all their scientific lives to 
hydrates. These pioneers gave rise to new technology and techniques. The determination of 
the two hydrate crystals s(I) and s(II) were reported by a group of the German scientist Von 
Stackelberg in 1949 after two decades of X-ray hydrate crystal diffraction experiments. A 
statistical theory for hydrates based on its structure was first proposed by Van Der Waals and 
Platteeuw in 1959. In 1967, a group of Russian researchers led by Makogon discovered the 
massive field of natural gas hydrates in the permafrost region. It has been estimated that the 
total energy in resources of methane worldwide, is twice the amount of all the combined fossil 
fuel energy reserve [14]. With the world’s increasing demand for energy, gas hydrates might 
be used as an alternative energy source as our technology and knowledge improve. Methane 
(CH4) is a potent greenhouse gas, around 25 times more aggressive than CO2. The 
dissociation of methane hydrate in the permafrost leaking into the atmosphere is an 
environmental threat. Thermodynamically, methane hydrates are more unstable than Carbon 
dioxide hydrates. This opens up the opportunity to replace the CH4 molecules in the hydrate 
with CO2, a win-win situation where CO2 gets injected and provided long-term storage for 
CO2 in the form of a hydrate, but at the same time releasing natural gas for energy [15]. 
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2.2 Hydrate structures, filling and stabilisation of cavities 
 
The structure of the gas hydrate depends on the guest molecules. There are three common 
structures; structure (I), (II) and (H). Only structure (I) and structure (II) are usually found in 
petroleum production and processing. Structure (H), the third hydrate structure is not as 
ordinary as the other two structures and will not be relevant for this thesis, but information on 
its geometry can be found in Table 2.1. A typical hydrate structure, shown in Figure 2.1, is 
composed of cages, also known as cavities. In particular, the 512, forms a building block for 
all the three hydrate structures, as shown in Figure 2.2.  It is composed of 12 pentagonal faces, 
formed by H2O-molecules linked together by hydrogen-bond, with oxygen at each vertex 
[16].  The free diameter of the 512 cages is 5.1 Å (angstrom) and allows small molecules like 
methane (4.36 Å) to stay inside. There are no chemical bonds between the cage and the guest 
molecules. When a 512 cavity is connected to others, a body-centred cubic crystal of 512 
cavities forms, and it is called hydrate structure (I).  
Because the 512 cavities cannot fill space without strains on the hydrogen-bond, a secondary 
cavity is required, 51262. This is with both 12 original pentagonal faces and two new 
hexagonal, strain-reliving faces. The 512 is often referred to as the small cavity and the 51262 
as the large cavity of structure (I).  Formation of a structure (I) hydrate crystal, requires 2 
small and 6 large cavities, as shown in Figure 2.2. Structure (I) hydrate have a total sum of 46 
water molecules in all the cavities.  The diameter of the large cavity, 51262, is around 5.86 Å. 
This allows a molecule of ethane (5.5Å), which is the second most common component of 
natural gas, to fit inside the large cavity.  The methane molecule is too small to prop open the 
large 51262 cavities, although it can fit inside. In a mixture of both CH4 and C2H6, methane 
occupies mostly in the small cavity and only a slight number of the large cavity. 
Structure (I) hydrate is suitable for small components such as CH4, C2H6, CO2 and H2S, but 
larger molecules such as propane (6.3 Å) and i-butane (6.5 Å) are too big to fit inside 51262 
cavities. A larger cavity, 51264 with a diameter of 6.66 Å forms around the molecule. This 
cavity has 12 pentagonal and 4 hexagonal faces. Again, the 512 cavities cannot fill all the 
space alone, but the large 51264 cavities help.  By combining 16 small 512 cavities and 8 large 
51264 cavities, the hydrate structure (II) is formed and contains 136 water molecules in total. A 





Figure 2.1: Illustration of a typical gas 
hydrate structure, where the water 
molecules bonds and forms cages that trap 
the gas molecules (such as methane, 
ethane, etc.) inside. Adapted from [17]. 
 
Figure 2.2: Illustration of how the different 
hydrate structures are formed [18]. From left, 
the small 512 cavity acts as a building block to 




Table 2.1: Geometry of hydrate crystal structures, adapted from Sloan [19]. 
Hydrate crystal structure I II H 
Cavity type Small Large Small Large Small Medium Large 
Description 512 51262 512 51264 512 435663 51268 
Number of cavities/unit cell 2 6 16 8 3 2 1 
Average cavity radiusa (Å) 3.95 4.33 3.91 4.73 3.94 4.04 5.79 
Variation in radius (%) 3.4 14.4 5.5 1.73 4.0 8.5 15.1 
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Several factors keep cavities stable; The volume of the guest molecule makes it difficult for 
the H2O in the cavity wall to collapse. In hydrates, the actual stabilisation depends on the van 
der Waals-attraction, which are the short-range interactions between the guest and the water 
molecules [20]. Hydrogen sulphide, H2S, is a very aggressive hydrate former and it stabilizes 
both small and large cavities of the structure I hydrate. The H2S molecule is slightly polar 
compared to the nonpolar component like methane. Due to its effect of dipole moment, H2S 
has a unique effect on hydrate stability. When it rotates inside the water cavity, it exposes an 
average positive charge outward because of the positively charged hydrogen atoms pointing 
outward towards the cavity walls, as shown in Figure 2.3. 
The cavity walls have an average negative charge and face inward in the cavity. Strongly 
polar molecules would destroy hydrate lattice by destroying hydrogen bonds, but the dipole 
moment of H2S is strong enough to have strong coulombic attraction towards the cavity wall, 
but weak enough not to make it collapse.  For H2S the average coulombic effect gives extra 
stabilisation, while for CO2 the average coulombic effect gives some destabilisation effect.  
 
Figure 2.3: A two-dimensional illustration of how the H2S molecule help stabilising the 
hydrate from inside the cavity. The oxygen and hydrogen atoms of water molecules form the 
surrounding cavity wall. The hydrogen in the water wants to line along with the water 
connection, but the other hydrogen atoms go in and out of the cavity, resulting in an average 
negative charge facing inwards. Although H2S has a positive partial charged at its centre, an 




3 Kinetics of hydrate formation 
 
Hydrate formation is a three-step process which involves hydrate nucleation, growth, and 
induction. Each step is described in their own subsection and is based on a previously 
published paper [21], but simplified.  Hydrate formation and dissociation are processes that 
involve many competing phases and represents non-equilibrium scenarios. A lot of research 
groups treat the phase transitions as equilibrium reactions because the reactions can occur 
pretty quick. In reality, hydrate systems can barely achieve equilibrium. The Gibbs phase rule, 
which relates to the degree of freedom that a mixture of components and phases have in a 
closed system, states that hydrate systems are in a non-equilibrium state [22]. In the hydrate 
reservoir, where both temperature and pressure are given locally by process control or 
hydrodynamic flow, the hydrate system can never reach equilibrium. Even for a simple 
system of pure CH4 in contact with water ends up with a maximum one thermodynamic 
variable that can be specified for achieving equilibrium. This is why equilibrium curves are 
always measured by keeping either the pressure or temperature fixed and monitoring the 
phase transition of hydrate through a slow variation of the other variable.  
 
Figure 3.1: A typical three-phase equilibrium pressure diagram for methane hydrate as a 
function of temperature. Adapted from [23]. The diagram is just for illustrating the effects of 
pressure and temperature in a hydrate system, and the data point should not be used for any 




Figure 3.2: The chemical potential for CH4 and water in the hydrate along the equilibrium 
curve, respectfully. The dashed line in the centre is the molar free energy of the hydrate. 
 
Figure 3.1 shows a typical equilibrium curve for methane hydrate. Every pressure and 
temperature conditions to the left of the equilibrium curve are stable for hydrate formation.  
Conditions to the right of the equilibrium curve are not stable for hydrate formation. Hydrates 
under such conditions would dissociate into liquid water and hydrate former gas. There is 
nothing new about this figure, and there are several equilibrium codes published that can 
calculate that curve. Figure 3.2 shows the chemical potential of water and methane in the 
hydrate as well as the molar free energy of the hydrate along the hydrate equilibrium curve. 
Gibbs free energy is a measurement of the energy available in a system to drive a reaction. 
It’s not possible to determine the absolute value, but the change in energy can be calculated, 
as shown: 
G H T S =  −             (3.1)  




A system at equilibrium is the point which no net change occurs over time, so no change in 
enthalpy and entropy makes ΔG = 0.  All systems seek naturally towards states with the 
lowest possible free energy. This is because a lower free energy state is less likely to drive a 
reaction. In a non-equilibrium system, there is no rule that controls the chemical potential of 
each component to be equal across the phase boundaries. So, for a methane hydrate formation 
to occur, the free energy for the hydrate phase must be lower than the free energy for methane 
in its pure gas phase and the free energy for the water phase. Since the chemical potentials of 
hydrate formers (guest components) can be different at various phases, it is also possible for 
various formation-routes to create different types of hydrates.    
For a simple system of water and methane under hydrate conditions, where the effects of the 
solid surface are neglected, the free energy change of the hydrate formation on the interface is 
formulated in equation 3.2 and illustrated in Figure 3.3. 
( ) ( )1 1 1 1 1 1 1
2 2 2
( , , ) ( , , ) ( , , ) ( , , )H
H H H H H Hwater gas gas
H O H O H O j j j
j
G x T P x T P x x T P x T P y   
 
 = − + − 
 
  (3.2) 
The delta symbol, Δ, is the change in free energy and the superscript 1H indicates the specific 
hydrate formation route. x  is the mole fraction in liquid water or hydrate (superscript) and y  
is the mole fraction in hydrate former phase. The vector sign denote the mole fraction of all 
the components in the actual phase. Superscripts H2O and j denote water and hydrate formers 
(guest), µ is the chemical potential. Other factors as heat and mass transport play an essential 
role in hydrate formation. As the hydrate film on the water surface emerge and closes in, the 
mass transport of hydrate builders becomes very slow.   
 





Since the initial hydrate film limits mass transport across the interface and thus hydrate 
formation at the interface, this opens up a second route towards hydrate formation where it 
uses the hydrate former that is already dissolved in the liquid water. Since this is a non-
equilibrium situation, the chemical potential of methane dissolved in water does not 
necessarily be the same for methane in the gas phase. For this reason, the composition will be 
different from the first hydrate, and so will the equation to calculate the free energy, shown in 
equation 3.3 denoted H2. 
( ) ( )2 2 2 2 2 2 2
2 2 2
( , , ) ( , , ) ( , , ) ( , , )
H H H H H H Hwater water
H O H O H O j j j
j
G x T P x T P x x T P x T P x   
 
 = − + − 
 
 (3.3) 
Formation of hydrate via the H2 route will be limited to the concentration of hydrate formers 
in the liquid water. It is more likely that heterogeneous methane hydrate formation occurs at 
the hydrate/water interface region due to higher methane concentrations, as shown in Figure 











There is a third, but a possible theoretical route to hydrate formation, H3, shown in Figure 3.5. 
The free energy is given by equation (3.4). 
( ) ( )3 3 3 3 3 3 3
2 2 2
( , , ) ( , , ) ( , , ) ( , , )H
H H H H H Hgas gas gas gas
H O H O H O j j j
j
G x T P x T P y x T P x T P y    = − + −  (3.4) 
The gas region contains hydrate former and a small amount of dissolved water, but due to 
limited mass and heat transport, it’s unlikely for this hydrate formation to occur. However, if 
water condenses out on the hydrate film, a limited amount of hydrate can be formed.  
 
 
Figure 3.5: An illustration of the third hydrate formation route. Since gases conduct heat very 
poorly and can only have a limited concentration dissolved, it’s not a thermodynamically 
favourable route.  
 
Using the Gibbs phase rule for a simple system of methane and water, using 3 different 
hydrates, gives the number of freedom to -1. This means both temperature and pressure are 
highly overdetermined in terms of the possibility for equilibrium. The concept of the Gibbs 
phase rule is explained in section 3.4 on page 32. 
The classical nucleation theory can be used to described hydrate formations, and the mass 
transport rate expressed as:  
0
TotalGJ J e − =            (3.5) 
Where the J0 in equation 3.5 is the mass transport flux that’s supplying building blocks for the 
hydrate growth. To give it in better perspective, J0 would be the supply of methane to the 
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interface growth in equation 3.2 and diffusion rate for dissolved methane to crystal growth 
from aqueous solution in equation 3.3. The supply of H2O by diffusion through a gas is the 
limiting mass transport rate in equation 3.4.  For homogeneous hydrate formation in equation 
3.3 and 3.4, the units for J0 will be moles/m
3s, and for heterogeneous hydrate growth in 
equation 3.2, will be moles/m2s. J has the same units as J0. β is the inverse of the gas constant 
multiplied with the temperature and ΔGTotal is the molar free energy change of the phase 
transition. 
The total change in Gibbs free energy consists of two competing processes: 
 
Total Phase transition Push workG G G =  +         (3.6) 
The lines below the symbols indicate extensive properties and have the unit of Joule. The 
phase transition contributes to a negative free energy change and is described in equation 3.2 
to 3.4 as examples. The push work, also known as the penalty, gives a positive contribution to 
the free energy. As the hydrate core is growing, work is required to push the surrounding 
molecules away to give space for the new phase. 
 
Figure 3.6: Schematic representation of the classical theory, where the total change in free 
energy is a function of the nucleus radius. The critical radius, R*, represents the radius at 
maximum ΔG. Crystal radius beyond this point is where the “benefit” is dominating, and 
stable growth is achieved. Adapted from [24] 
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Since the molar densities of hydrate and liquid water are relatively close, it should be a fair 
approximation to multiply 
Phase TransitionG with the molar density of hydrate, 
H
N , times the 
volume of the hydrate core, as shown: 
3 24 4
3
Total H Phase transition
NG R G R    =  +        (3.7) 
The  is the interface free energy between the hydrate and the surrounding phase. Since the 
easiest shape of a hydrate crystal is a sphere, the volume and surface area with its radius R, 
are used in the calculation, as shown in equation 3.7.  At a certain radius, the benefit of phase 
transition is dominating over the “penalty work”, and this allows for stable nucleus growth. 
This point is the were the free energy is at its maximum peak, and the nucleus radius is called 
the critical radius, illustrated in Figure 3.6. By differentiation of equation 3.7 with respect to 
R, results in the equation 3.8, where the critical radius indicated by the superscript (*) on R. In 
temperature ranges between 274 - 278K and pressures above 150 bars, the typical critical 










         (3.8) 
3.1 Hydrate nucleation 
  
The transition from an unstable growth over to a stable growth is called nucleation and is part 
of the hydrate formation. The nucleation process happens very fast, in just a few nanoseconds, 
and there are basically two different approaches for modelling the nucleation part [25]. The 
main difference of the hypotheses is about where the initial nucleation process takes place, at 
the liquid water interface or towards the hydrate former part of the interface.  Christiansen and 
Sloan’s [26] hypothesis from 1994, proposed that water molecules form clusters around 
dissolved guest molecules and then combines to form unit cells. When the size of 
agglomerated clusters reaches critical, growth begins. The other hypothesis was published by 
Kvamme [27] in 1996. He proposed that the initial nucleation takes part towards the gas/water 
interface where the water molecule first forms partial, and then complete cages around the 
adsorbed species. At the gas/vapour side of the surface, clusters get together and grow until 
the critical size are achieved for stable growth. 
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3.2 Hydrate Growth 
 
The second step in hydrate formation is stable growth. This process also occurs fast, but is 
often limited by mass and heat transfer. Once the hydrate film at the interface between 
hydrate former and water grows thick enough, mass transport becomes limited and may 
control the growth rate.  In the classical theory of hydrate formation, a variety of different 
routes is possible;  
- Heterogeneous formation: where the different components enter the hydrate from 
different phases. 
- Homogeneous formation: where all the components are extracted from the same 
phase. 
Hydrate formation on the interface between the gas (or liquid) and water are heterogeneous 
and is the most common studies [21]. Homogeneous nucleation can occur in the bulk of water 
with dissolved hydrate formers and nucleate towards mineral surfaces in such as natural 
sediments or a pipeline. There are two primary models for hydrate growth, the work by 
Englezos et al. [28] in 1987 and the later modified version by Skovborg and Rasmussen [29] 





= −                          (3.9) 
Where A represents the surface area of crystal, c  and 
eqc the supersaturated and equilibrium 
concentration. K represents an overall transfer coefficient expressed in terms of diffusion and 
reaction coefficients dk  and rk  as [15]: 
1 1 1
d rK K K
= +                                (3.10) 
By assuming ideal liquid solutions, conservation of mass and constant temperature and 
pressure, then the concentrations in equation (3.9) can be replaced by fugacity as in the 
Englezos model. Rasmussen and Skovborg simplified this approach by using a single rate 
constant related to the hydrate/liquid water interface area and differences in mole fraction of 
the hydrate former at the interface and bulk [25]. 
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3.3 Induction times 
 
Induction is the third stage of hydrate formation, and it is frequently misinterpreted as the 
nucleation time. It can be defined as the time needed to reach visible hydrate. This is the stage 
in which the growth rate for the hydrate becomes massive [19]. The massive growth is often 
delayed by several factors, most often mass transport limitations. An experiment was 
constructed by a research group to measure the induction time [30]. A cell made of a plastic 
cylinder cut in half, with a diameter of 4 cm and length of 10 cm. These two half-cylinders are 
then squeezed together against a 4 mm thick plastic spacer which then gives an empty space 
for fluids surrounded by a medium that will not be affected by magnetic radiation. This 
enables the Magnetic Resonance Imaging (MRI) to trace the dynamics of the hydrate phase 
transition. The experiment was conducted at 4 C (277 K) and 83.75 bar(1200psig) with 
methane as hydrate former. Since the resolution of the MRI experiments was limited to the 
order of 300 microns, it was not able to detect the nucleation stage and the first stages of 
growth. The MRI-results in Figure 3.7, shows the induction time, the time for onset of 
massive hydrate growth, to be just about 100 hours. This is far beyond any reasonable value 
for nucleation times. Monitoring techniques or visual observation will often lead to incorrect 
interpretations of induction times as nucleation times [31]. Phase Field Theory (PFT) 
modelling, which can reproduce the experimental observation, supports this.  
 
Figure 3.7:  Experimental data for methane hydrate formation at 84 bars and 277 K [27]. 


































3.4 Gibbs phase rule 
 
A phase is a section of space, a thermodynamic system, in which all physical properties of a 
material are substantially equal. In other words, a phase is a region of material that is 
chemically identical, physically distinct, and (often) mechanically separable [32]. J. Willard 
Gibbs expressed his results in 1875, also known as Gibbs phase rule, and is built on the 
fundamental principles of thermodynamics and makes it possible to predict if a system of 
phases can reach equilibrium. It basically describes how many independent thermodynamic 
variables needed to be defined for the system to reach equilibrium [33]. 
 
2F C P= − +                       (3.11) 
 
The F in equation 3.11 is the number of independent variables (degree of freedom), C is the 
number of components, and P is the number of phases. In nature and industries, phase 
changes are controlled by pressure and temperature, hence the additional two in the equation. 
A simple system of liquid water and methane gas, where C=2 and P = 2(gas, liquid), results in 
F = 2 independent variables which are already given as pressure and temperature. This means 
the system can reach equilibrium. However, this is very unlikely in dynamic situations such as 
gas transport in pipelines due to the continuous flow.  
If hydrate is introduced to the system, the number of independent variables reduces to F=1, 
due to the third phase P =3 (gas, liquid, hydrate). In this case, the system is overdetermined as 
the number of independent variables is lower than the number of variables already defined. 
Hydrates can therefore never reach equilibrium but will strive towards the lowest possible free 
energy. Nevertheless, in a non-equilibrium system, the chemical potential for a hydrate former 
in different phases are different because of the 1st and 2nd laws of thermodynamics which 







Thermodynamics is a compilation of beneficial mathematical relations between quantities, all 
of which is independently measurable. Even though thermodynamics tells us nothing of any 
kind of the microscopic description of macroscopic changes, it is useful because it can be 
used to quantify many unknowns. Thermodynamics is beneficial because specific quantities 
are easier to measure than others. The laws of thermodynamics offer a sophisticated 
mathematical expression of some empirically discovered truths of nature. The principle of 
energy conservation tolerates the energy requirements for processes to be calculated. The 
theory of increasing entropy (and the following Gibbs free energy minimisation) allows 
estimates to be produced of the degree to which those processes may proceed [34]. 
 
4.1 Free Energy 
The term “free energy” is used to describe “available energy” that can be converted to “do 
work”. Gibbs free energy can be obtained from the first law of thermodynamics, the 
conservation of energy, and the second law of thermodynamics, that states that an isolated 
system will always naturally strive towards maximum entropy. The changes for a phase “i” in 
an isolated system, can be expressed by the combination of 1st and 2nd law of thermodynamics 
as follows: 
ni i i i i i
j ji
dU T dS pdV dN − +          (4.1) 
Where U is the internal energy [joule], µ is the chemical potential [joule/mole], T is the 
temperature [K], P is the pressure [Pa] and V is the volume [m3]. S is the entropy [joule/K], Nj 
is the number of particles of a component, “j” is the component. The “i” is the phase 
represented, i=1,2,3…n (gas, liquid or solid). The last term in equation 4.1, 
n i i
j ji
dN , is the 
chemical work, the work necessary to put a molecule from one phase into the other phase. For 
all real and irreversible changes, we have less than (<) sign. Gibbs free energy is by 
definition: 





And since the expression for enthalpy is, 
i i i iH U p V= +            (4.3) 
By combining eq.4.2 and 4.3, Gibbs free energy can be expressed as, 
i i i i i iG U p V T S= + −           (4.4) 
By using Legendre transforms and applying total derivative natural variables for equation 4.4; 
ni i i i i i
j ji
dG V dP S dT dN − +          (4.5) 
Equation 4.5 indicates that a system will always strive towards a minimum when exposed to 
changes in P, T or N. In this project, systems are considered both reversible and irreversible 
processes, the process continues until the total free energy achieves a minimum. This implies 
that we can use the change in Gibbs free energy to state which reaction or phase transition 
will be favoured and ensure spontaneously. If 0G  , then phase transition is 
thermodynamically favoured and will develop, if  0G  , then the phase transition is not 
favoured and phase transition will not occur [35].  
4.2 Equilibrium thermodynamics 
To accomplish thermodynamic equilibrium, the temperatures, pressures, and chemical 
potentials of all components must be the same in all coexisting phases, as given by the 
expressions below: 
( ) ( ) ( )I II IIIT T T T= = =  Thermal equilibrium (no net heat transport)    (4.6) 
( ) ( ) ( )I II IIIP P P P= = =  Mechanical equilibrium, Newton’s law    (4.7) 
( ) ( ) ( )I II III   = = =  Chemical equilibrium (no net chemical work)   (4.8) 
The superscripts, (I), (II) and (III) correspond to the phase index for all the co-existing phases 
in consideration. Although it is not possible to reach equilibrium, using a quasi-equilibrium 
method allows evaluating the thermodynamic advantages of various routes of either formation 
or dissociation of hydrates via equation 4.6 to 4.8. as asymptotic limits of inherent stability for 
each given phase transition [36]. 
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4.3 Residual thermodynamics 
Thermodynamic deviations from the ideal gas behaviour are represented as residual 
thermodynamics (fluid thermodynamics). Combining the 1st and the 2nd law of 
thermodynamics with the ideal gas law will yield for ideal gas [15]: 
lni id RTd x P =            (4.9) 
At constant temperature, where i  is the ideal gas chemical potential of component i with 
mole fraction ix . To simplify, a new function f named the fugacity is presented to find a 
general representation for the chemical potential of component i. 
lni id RTd f =                     (4.10) 
The fugacity can be interpreted as the corrected pressure. For a mixture of ideal gasses, the 
fugacity equals the partial pressure ix P of the component, where ix is the mole fraction. For 
convenience, we also characterise the fugacity coefficient ( )i if x P = , which is the 
deviation factor from ideal gas partial pressure over to real fluid fugacity. 
Residual Residual
, , , ,
ln ( , , )







   
    
   
= =
 
               (4.11) 
The compressibility coefficient Z PV RT= and the corresponding equation for an ideal gas 
can now be inserted into Helmholtz (A) or Gibbs (G) free energy on the form of the equation 
of state. The final result is as shown; 
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                (4.12) 
The compressibility coefficient Z for the mixture is given by the specific equation of state 
used for the model calculations. For residual thermodynamics, Soave-Redlich-Kwong (SRK) 





At a provided temperature and pressure for a specific mixture with constant composition, 
0( , )
ln ( , , )ii i i i
i i
T PG
x x x T P x
RT RT

= +                   (4.13) 
The chemical potential for an ideal gas, 
0
i , is used as the reference state. This can be 
determined from Helmholtz free energy by using the real molar volume, which relates to the 
specific condition of temperature and pressure. For this reason, methane is considered as an 
approximately spherical atom, and the carbon dioxide molecule is treated as a line with a 
specific angular momentum provided by the bond lengths and masses. The molar volume and 
partial molar volumes of each component are calculated from the solution of the equation of 
state for every temperature, pressure and composition [15].  
4.4 Excess thermodynamics 
An ideal gas is not a suitable reference state for a condensed phase, but as an alternative, we 
choose an ideal solution. In a liquid solution, the molecules apply forces upon each other, in 
contrast to an ideal gas. All the intermolecular forces, independent of species, are equal. 
Equation of state (EOS) is readily available for gas mixtures, and many of these are based on 








                    (4.14) 
Where the ( )mRT v b− is the correction to take account for the volume that a real gas 
molecule takes up, and 
m
a v is to take to accounts for the fact that gas molecules attract each 
other and that real gases are consequently more compressible than ideal gases [38]. This was 
proposed in 1873 by van der Waals and was the first equation of state to perform better than 
the ideal gas law for liquid/vapour equilibrium. He believed that fluid was homogeneous and 
that the molecules were solid spheres with pair wise attraction [39]. The most common 
equation of state in the oil and gas industry is the Soave-Redlich-Kwong (SRK) and Peng-
Robinson (PR). They use a more precise suited constant for the attractive forces among non-
polar molecules in a fluid and is basically simple extensions of the van der Waals equation. 
Therefore excess thermodynamics is an alternative formulation to the residual 
thermodynamics for liquid mixture, and there are two different types; Symmetric and 
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asymmetric, dependent of what is chosen as the reference state of liquid [39]. The chemical 
potential for an ideal solution can be expressed as 
0 lni i iRT x = +                     (4.15) 
Where the chemical potential of the pure liquid is shown as 
0
i , and ix  is the mole fraction. 
Activity “a” which is defined as the ratio 
0f f and the activity coefficient, which can be 
expressed in terms of the activity and the mole fraction as i i ia x = . This will result in an 
expression for fugacity as 
0
i i i if x f= where the ideal solution at a reference state is the
0
if . 
Due to various cross-contact among different molecules and additional non-ideal mixtures, 
properties of mixtures changes are incorporated in the excess stage expressed as [15], 
0
0










                  (4.16) 
Equation 4.16 shows the excess expression for the chemical potential of a real liquid. The 
pure liquid reference is termed symmetric convention. Symmetric excess thermodynamic uses 
pure liquid components as a reference state with the ideal mixing term derived from the 
statistical mechanic, where the activity coefficient approaches unity 1i → as the mole 
fraction of the solute approaches unity 1ix → . However, for low solubility components in 
solvents, electrolyte solutions and super-critical components, we use another reference state. 
When a mixture is made infinitely dilute in a component, 0ix → , the activity coefficient will 








                      (4.17) 
The superscript “” is used for quantities at infinite dilution and defines the asymmetrical 
convention. The activity coefficient can be relapsed by using the model for equilibrium to fit 
experimental data at high pressures and mole fractions. The advantage is that chemical 
potential at infinite dilution can be estimated by Molecular Dynamics (MD) simulations [39]. 
ln( )i i i iRT x  
 = +                    (4.18)  
The equation 4.18 express the chemical potential at infinite dilution. 
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4.5 Hydrate thermodynamics 
 
For evaluating the chemical potential of water in hydrates, a statistical mechanical model such 
as a Langmuir type of adsorption model is conventionally used. However, this work is based 
on the extended theory by Kvamme and Tanaka [40] from 1995. Their method does not rely 
on empirical fitting to find the Langmuir constant [39] and allows to account for lattice 








= − +                    (4.19) 
The expression above expresses the chemical potential of water in the hydrate 
2
H
H O . The 
2
0,H
H O is the chemical potential of water in an empty hydrate structure, kv is the fraction of 
cavity-type k per water molecule, and ikh is the canonical cavity partition function of 
component i in cavity type k. To illustrate this in an example; structure I hydrate consists of 3 
large cavities and one small cavity per 23 water molecules, so arg 3 23L ev = and 1 23Smallv = . If 
carbon dioxide were the only guest, i would be 1 in the sum over the canonical partial 





   
 
−
=                    (4.20) 
Where the inverse of the gas constant times the temperature(1 RT ) is represented by   and 
inclusion
ikg is the impact on hydrate water from the presence of the guest molecules i in cavity k. 
The chemical potential for a guest in the hydrate can be written as: 
lnH inci ik ikg RT h =  +                    (4.21) 
















ik stand for the filling fraction of component i in cavity k where 1ik  , 
H
ikx is the mole 
fraction of component i in cavity k. Totalx is the total mole fraction of all the guests in the 
hydrate. 
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                  (4.23) 
The corresponding mole fraction of water in the hydrate is then expressed as: 
2
1H HH O i
i
x x= −                     (4.24) 
And the combined Gibbs free energy is then, 
2 2
H H H H H
H O H O i i
i
G x x = +                    (4.25) 
The expression above is used in equation 3.2 - 3.4 to find the change in Gibbs free energy for 
different hydrates routes. The chemical potential for water in hydrate, the chemical potential 
for CH4 in hydrate and the molar Gibbs free energy along the equilibrium curve is plotted as 
an example in Figure 3.2. 
 
4.6 Enthalpy: The heat of formation and dissociation of hydrates 
 
The next chapter involves the different approaches to determining the enthalpy of hydrate 
formation and dissociation. This is a short introduction of what the definition and uses of 
enthalpy are. 
Enthalpy is a thermodynamic property of a substance and is defined as the sum of its internal 
energy and the product of its pressure and volume [41]. The expression of enthalpy previous 
shown in equation 4.3 is an extensive property [J], the expression for specific enthalpy, 
[J/mol] is given as: 
H U pV= +                      (4.26) 
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Introducing the 1st law of thermodynamics: 
U Q W = −                      (4.27) 
Where the change in internal energy of a closed system is U . Q is the amount of heat 
supplied to the system, and the W is the work done by the system on its surroundings. 




( )W pdV p V V= = −                    (4.28) 
Apply this to the 1st law, equation 4.27, and it gives 
2 1 2 1( )U U U Q p V V = − = − −                   (4.29) 
By rearranging the equation; 
2 1 2 1 2 2 1 1 2 1( ) ( ) ( )Q U U p V V U pV U pV H H
Q H
= − + − → + − + → −
= 
              (4.30) 
Therefore for a constant pressure process, the amount of heat given to a body equals the 
change in its enthalpy [41].  
 
The heat of dissociation is described as the enthalpy change to dissociate the hydrate phase to 
vapour and aqueous liquid, with values given at temperatures just directly above the ice point 
[19]. In the case of hydrate formation, it is just the opposite. In the formation of hydrates, heat 
is released to the surroundings and results in a negative enthalpy value, so the different terms 
in comparing enthalpy values of either formation or dissociation are not crucial if the values 
from the different literature (positive or negative) are the same.  
Hydration number, also known as occupation number, shown as “n”, is the ratio between the 
number of water molecules and the number of cavities occupied by guests at a given 
condition. Higher “n” means more empty cavities. In theory, if all the cavities in a structure 
(I) hydrate was occupied, the hydration number could get as low as n =5.75 (46 water 




4.7 Methods for determining the enthalpy of hydrate formation and 
dissociation 
 
Most of the next chapters are based on previous work published by our research group, 
Kvamme et al. [42] and is based on the different approaches available for determining the 
heat of formation/dissociation of hydrates. There are two main categories; directly and 
indirectly, methods, which depends on the approaches used. The most straightforward and 
most popular indirect methods out there include the use of the Clausius-Clapeyron equation 
along with measured or calculated (T and P) data for hydrate formation but are limited to 
higher pressures, due to simplifications. However, using the original Clapeyron equation with 
various models for the volume changes has been proven more accurate than the Clausius-
Clapeyron equation. This is according to Gupta et al. [43], who compared experimental data 
with Clapeyron data calculated by Anderson [44]. 
If the reader is further interested, the calculation of enthalpy and hydration number by 
Anderson [44] is explained and simplified in our recently published work [42]. Still, the next 
subsection contains a short explanation of how the Clapeyron equation is defined and used, 
additionally to the Clausius-Clapeyron equation. There is plenty of publications involving 
experimental measurements of enthalpy for methane hydrate formation, yet the lack of useful 
information in most of them is vast. 
Experimental data is the preferred method compared to the Clapeyron or Clausius-Clapeyron 
because it’s a directly measured, but again, this is determined by their approach.  For instance, 
Handa [45] used an indirect approach for calculating the heat of dissociation, even though it 
involved experimental work. 
Consequently, for comparing enthalpy values in this work, leaving only a few publications 
using calorimetry that is regarded as good enough and are reviewed in its own subsection. The 
method used for calculating the enthalpy of hydrate formation/dissociation in this work, 
residual thermodynamics, is a direct approach because Gibbs free energy is directly linked to 





4.7.1 The Clapeyron equation  
 
In determining thermodynamic properties such as enthalpy or entropy in positions of other 
properties that can be measured, the calculations fall into two distinct categories: changes in 
properties among two different phases and changes contained by a single homogeneous phase 
[46].  
In section 3.4, the Gibbs phase rule stated that for a pure component that occurs in two phases 
at equilibrium, pressure and temperature could not be independent. Nevertheless, there is a 
way to find an expression involving the pressure at which two phases be able to coexist to the 
temperature of the system. As an example, this allows calculating how the saturation pressure 
shifts with temperature. Saturation pressure is defined as the distinctive pressure at which 
pure components boil at a given temperature [47]. The principle for equilibrium between two 
phases is: 
i iG G
 =                      (4.31) 
Where the superscript  and   in Gibbs free energy represents phases (vapour, liquid or 
solid) for the component i.  Since two intensive variables entirely specify the state of the 
system, the value of G for each phase is limited at a given temperature and pressure. 
Therefore, by plotting the surfaces of Gibbs free energy for both phases, then the intersection 
of the two surfaces creates the so-called coexisting line. This characterises the conditions 
where equation 4.31 is pleased, and the two phases are in equilibrium.  
 
Since equation 4.31 must be valid alongside both points on the coexisting line, the change in 
pressure, dP , can be calculated for every change in temperature, dT , at equilibrium.  
Therefore both i i i iG G G G
   +  = +   and i iG G
 = , Subtraction gives: 
i iG G





Equation 3.1 can be changed to: 
G H TS V P S T =  − =  −                    (4.33) 
That is the fundamental property relation for Gibbs energy, and by applying this to equation 
4.32 for each phase, gives: 
i i i iV P S T V P S T










                    (4.35) 
 
By introducing equation 4.31 and using the definition of Gibbs energy, gives 
i i i iH TS H TS
   − = −                    (4.36) 









 −− =                     (4.37) 
By swapping the entropy difference in equation 4.35 with the expression in equation 4.37, 












                   (4.38) 
 
This is a very simple relation and yet a mighty one. It connects the slope of the coexistence 
curve to the enthalpy and volume variations of phase transition, both experimentally 
accessible properties [47]. Let us assume that the two phases are liquid and vapour. The left-
hand side of the equation gives the slope of the vapour pressure as a function of temperature.  
It is also possible to determine the specific volumes of saturated vapour and liquid at the 
provided temperature. This implies that the enthalpy change and entropy change of 
vaporisation can both be calculated.  
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The same steps apply for changes in other phases, such as solid to liquid or solid to vapour.  
In each scenario, the outcome is the Clapeyron equation, and in every one of them involves 
the saturation pressure, specific volumes, entropy change and enthalpy change [46]. 
For hydrate equilibrium, it may seem somewhat bizarre to apply it to binary systems (water + 
one guest) of three-phase (Liquid water - Hydrate – Vapor) equilibrium to achieve the heats of 
dissociation. In the argument of simple hydrates, as long as the system is univariant(one 
degree of freedom), according to van der Waals and Platteeuw [48], the use of the Clapeyron 
equation is thermodynamically correct [19].  
Unlike other publication that uses Clapeyron equation to determine the enthalpy, Anderson 
[44] [49] included volumes of the condensed phases for both carbon dioxide and methane 
hydrates and also calculated the hydration number. 
 
4.7.2 The Clausius-Clapeyron equation 
 
For hydrate formation reaction (Lw + V ↔ H), if we assume that the volume of the hydrate is 
approximate the same as for liquid water (or ice), then gV V RT Pz  = , where the z is the 
compressibility factor.  Inserting this expression for V into the Clapeyron equation (equation 







= −                     (4.39) 
For hydrate formation, semi-logarithmic plots of pressure versus reciprocal temperature 
generate straight lines, over restricted spans of temperature, from either liquid water or ice. 
Such linear plots in equation 4.39 either imply (1) reasonably constant values of the 3 factors:  
(a) Enthalpy, (b) compressibility factor, (c) stoichiometry or (2) abandoning of curvilinear 





4.7.3 Available experimental enthalpy values for CH4 and CO2 
hydrates 
 
Only experimental values can confirm whether a theory is correct or is in the proximity since 
the data represent the physical reality, and they have been carefully obtained. To assemble an 
experiment and its apparatus can typically take numerous months or even years. It is not 
unusual to achieve only one pressure/temperature data point per 1 or 2 days of experimental 
work due to long metastable periods [19].  
There are numerous methods used for direct measurement; calorimetry, pressure drop, 
Raman, NMR, X-ray diffraction or DSC. However, calorimetry appears to be favoured by the 
experimentalists. It is not possible to measure the heat of dissociation directly with an 
apparatus at precisely equilibrium conditions as it would take infinite time. Experiments have 
consequently been done outside the equilibrium conditions, typically with various degrees of 
superheating.  Experiments from Handa [45], Nakagawa et al. [50], Lievois et al. [23] and 
Gupta et al. [43] are some of those who used calorimetry for clarification of the enthalpy of 
dissociation of methane hydrate.  
These four are examples of the typical incompleteness of experimental data using calorimetry. 
Some reported data sets missing complete thermodynamic conditions that can tell how much 
the sample is heated above equilibrium temperature and pressure, and likewise how much of 
the quantified heat consumption is truly dissociation heat. The lack of information on hydrate 
composition is an additional limitation in the stability in the understanding of how much 
water and hydrate former the number really relates to. For simplification, the occupation 
number, also known as the hydration number, is often reported as an average value and often 
not including details on the precision of the number.  Sometimes it is even just described as an 
assumed number.   
Handa [45] used a Tian-Calvet heat-flow calorimeter in the 1980s to quantify the enthalpy of 
dissociation and heat capacities of hydrates under low temperatures and pressure. The 
experiment was evaluated in the temperature range 85K to 270K for methane (CH4) and 85K 
to 260K for ethane (C2H6). To make sure that no gas was condensed inside the apparatus cell, 
a surplus of gas was inserted to generate a higher pressure than the dissociation pressure over 
the entire temperature scale of interest. Still, the standard enthalpy of dissociation from 
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hydrate to gas and water were found by a summation of the enthalpy of ice and the 
dissociation heat from hydrate to ice and gas, in another expression, an indirect method for 
interpretation the of heats of dissociation. Nakagawa et al. [50] performed a related 
experiment but obtained the specific heat of hydrates in the temperature spans of 264-276 K 
for methane and 264-282K for ethane. The dissociation heat was calculated by a temperature 
range of 279 K to 282 K. They portrayed a dissociation enthalpy of 55.3 kJ/mol gas for 
methane and a value of 71.1 kJ/mol gas for ethane, without any informed values of hydration 
number. 
Lievois et al. [23] prepared an experiment with a heat flux calorimeter at a higher pressure for 
methane. The result was an enthalpy of 57.65 kJ/mol gas at 278K and 4.2 MPa, and 53.24 
kJ/mol gas at 283.15K at 7.1 MPa. These values were calculated using an average occupation 
number. Only a few have done experiments for methane hydrate at pressures and 
temperatures which can simulate hydrate reservoir conditions. Gupta et al. [43] applied a 
high-pressure differential scanning calorimeter (DSC) to quantify the heat of dissociation up 
to 20 MPa and 292K for methane hydrate. The enthalpy value was reported to be constant for 
pressures up to 20 MPa and with no temperature dependence up to 292K. 
Their results demonstrated that calculations from the Clausius-Clapeyron equation do not 
agree with measurements at high pressures. Yet, a constant hydration number (n) equal to 6.0 
were used in their interpretation of the measured data. Even though there are several reported 
values of enthalpy published over the years, no one has ever given all the information 
necessary to compare values correctly. The experiments that were reviewed in this section is 
also shown in Table 4.1 but is also used in the “results and discussion” chapter for 
comparison. 
Evaluating the amount of available calorimetry data for CH4 hydrates to the amount for CO2 
hydrates, there isn’t much to look for. Still, there are some published data that can be used for 
this evaluation. Although the lack of some valuable information and conditions way out of 
equilibrium, it is the best ones out there.  Kang et al. [51] did manage to define the enthalpy of 
dissociation and also the occupation number for a simple CO2 hydrate. They used an 




As mention beforehand, there are other methods besides calorimetry to determine the 
enthalpy.  DTA, differential thermal analysis was used by Delahaye et al. [52], but they did 
not specify the occupation numbers (n). Table 4.2 shows the experimental enthalpy value of 
dissociation for CO2 hydrate and its conditions but also used for comparing results. 
 
Table 4.1: Capabilities and limitations of the different experimental data for CH4 hydrate 
enthalpy by different literature [43] [23] [50] [51] [45]. 
 
 
Table 4.2: Enthalpy of dissociation and the occupation number of simple CO2 hydrates by 










































Gupta et al. High pressures Constant occupation 
number 
< 20 < 292 





Temperature Occupation number 
not specified 
5.0 264-276 
Kang et al. Temperature and 
hydration number 
Low pressure n/a 274.15 
               
Handa  
                                      
Heat capacities 
Low temperature and 
pressure. An indirect 
method to determine 
enthalpy. 
              
n/a 




4.7.4 Enthalpy of hydrate formation via residual thermodynamics 
 
Since the residual energy approach is going directly to the real thermodynamics, the actual 
limited effect of pressure on enthalpy for hydrate formation is more accurate and smaller than 
what the Clapeyron equation would predict. The free energy change of hydrate formation 
from water and separate hydrate former phase is shown in equation 3.2 (H1).  The chemical 
potential for liquid water is evaluated using symmetric excess conventions, as explained in 
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pure,H Owater
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(T ,P,x ) (T ,P ) RT ln x (T ,P,x )
(T ,P,x ) (T ,P ) RT ln x
  
 
 = +  
  +  
              (4.40) 
Since the aim is to explain the complexity of numerous hydrate formation in systems of water 
and hydrate former such as CO2, a simpler kinetic model such as classical nucleation theory is 
used. This is more observable in terms of the different contributions to the hydrate phase 
transition dynamics, so the approximation in equation 4.40 is strictly needless, as it is accurate 
enough for this purpose. 
The solubility of methane in water is exceptionally poor, so the right-hand side of equation 
4.40 will be very close to the chemical potential of pure water. The chemical potential of 
water in a hydrate is expressed in equation 4.19 and are accessible from model water 
simulations(TIP4P) made by Kuznetsova and Kvamme [53].   
The chemical potential for a guest molecule, “i”, in this work what would be either CH4 or 
CO2, which enters equations 3.2 and 4.20 at equilibrium, is according to residual 
thermodynamics: 
 pure,ideal gasi i i i(T ,P,y ) (T ,P,y ) RT ln y (T ,P,y )  = +                (4.41) 
The mole fraction of component i  in the gas mixture is referred to as iy , and the fugacity 
coefficient for component i as i . By using statistical mechanics from mass and 
intramolecular structures (bond angles and lengths), the chemical potential for a pure ideal gas 
can be calculated for every model molecule. The ideal gas chemical potential, together with 
density and temperature, is accessible from the momentum space canonical partial function. 
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Calculation of the ideal gas free energy requires density and fugacity coefficient, which is 
evaluated by the use of the SRK [37] equation of state. 














= −  
                      (4.42) 
The superscript Total is introduced to include the penalty of pushing away the old phases, 
which is explained in chapter 3 and expressed in equation 3.6. The fact that critical nuclei 
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               (4.43) 
From the expression in equation 4.19 with the chemical potential of an empty hydrate on the 
right-hand side of equation 4.43, which are obtained from Kvamme & Tanaka [40], the 
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            (4.46) 
The partial derivation in the last term on the right-hand side is differentiated numerically 






























       
    +
   
+ 
  








             (4.47) 
In an equilibrium condition, the chemical potential of the identical hydrate former in the two 
cavity-types must be the same, and these must also be identical to the chemical potential of 
the same guest molecule in the phase that it comes from. 
In the case of heterogeneous formation, that implies the chemical potential of the molecule in 
gas(or liquid) hydrate former phase. However, outside the equilibrium, gradients in chemical 
potentials as a function of temperature, pressure and mole fraction must reflect how the guest 
molecule behaves inside the cavity.  
Monte Carlo simulations can calculate enthalpy values for various guest molecules in the two 
types of cavities by sampling guest/water interaction energies and efficient volumes from 
movements [9] [55] that is expressed as: 
Residual Residual
ik ik ikH U ( z 1)RT= + −                   (4.48) 
U stands for the residual contribution of energy for the guest in molecule i inside the cavity k.  
ikz is the compressibility factor for the guest molecule i inside the cavity k.  Ideal gas values 












                     (4.49) 
KB is the Boltzmann’s constant and Vik are the excluded volume of a molecule i in cavity k. 
This volume can be calculated from the sampled volume of the centre of mass movements 
plus excluded volume because of water/guest occupation. Somewhat more complex sampling 
and calculation for molecules which are not monoatomic (or approximated as monoatomic 
such as CH4) but still standard and explicit discussion on this are not required here. 
For a relevant range of temperature (273-290K), the differences in enthalpies as evaluated 
from equation 4.48 using sampled data from Monte Carlo, do not significantly differ and 
could even be approximated as a constant for the purpose of this work. This is because the 
H2O lattice of the hydrate is reasonably rigid, and the average movements are nearly the same 
for the restricted temperature range. 
Sampled cavity partition functions will differ remarkably over the same range of temperature 
because of the direct exponential (Boltzmann factor) reliance.  The interaction models for 
CH4 and CO2 used are the same used by Kvamme & Tanaka [40]. Even though there is an 
average attraction for CO2, the sampled Langmuir constant is very tiny and not significant.  
This is confirmed by molecular dynamics(MD) studies [40], where the movements of CO2 in 
the small cavity interfere with various H2O liberation frequencies. The resulting free energy 
of enclosure is not favourable for CO2 in the small cavity. However, small cavity occupation 
of CO2 has been discovered at extreme circumstances in the ice-range of temperatures in 
some studies [56], it remains uncertain if there would be any considerable small cavity filling 
at all for temperatures above 0 degree Celsius (Table 4.3). 
Table 4.3: The sample energies and cavity occupation volumes for methane and carbon 
dioxide.  The superscript R stands for residual interaction [42].  
 CH4 CO2 
Property Large cavity Small cavity Large cavity Small cavity 
R
ikU ( kJ / mole )  -16.53 -17.73 -27.65 -10.58 
3( )ikV Å  






The energy for CO2 in the small cavity was sampled once a structure I hydrate, including just 
CO2 in large cavities was stabilised. When this was archived, small cavities were slowly 
filled, and simulations were operated up to the average fluctuations in sampled interaction 
energies were symmetrical and on average < 0.5 % of the average energy for the hydrate 
crystal. This energy does not have any effect on the enthalpy, is given that the canonical 
partition function for CO2 is almost zero in the small cavities. 
At pressures below 95 bars alongside the equilibrium line, it is zero to the 10-3 digit in mole 
fraction, while the highest filling fraction in the small cavity provides 0.006 to the mole 
fraction at (290.0 K and 403.0 bars). In compare, the approximated mole fraction of CH4 in 
structure (I) fluctuated between 0.134 at (276.16 K and 25.2 bars) to 0.138 at (290.0K and 
164.7 bars) along the equilibrium line. 
The derivative of the chemical potential of the component i  in cavity-type k  with respect to 
temperature can be expressed as the negative of partial molar entropy for the same guest; 
j i
P N T ,P,N
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= −  
 
                   (4.52) 
In which the identical equation of state is used as the one used for evaluating the fugacity 




The free energy change of the homogeneous hydrate formation from water and dissolved 
hydrate former in liquid water, 2
H
G , is shown in equation 3.3. The solubility of 
hydrocarbons in water is very low, especially for methane, so the chemical potential for water 
as a solvent for methane would not be affected significantly.  For carbon dioxide dissolved in 
water, the approximation in equation 4.40 is considered good enough.  
The asymmetric excess convention can be used where the activity coefficient for methane in 







= .  
The chemical potential for the dissolved methane in the liquid water can then be formulated 
as: 
4 4 4 4 4
aqueous ,Residual idealgas
CH CH CH CH CH(T,P, x) (T,P, x) (T,P, x) RTln x (T,P, x)
   =  + +    (4.53) 
 
RT  in equation 4.54 – 4.56, is the temperature divided by the critical temperature for methane 













 = − + −                   (4.55) 
 























                (4.56) 
The lower summation 1, 2i =  indicates beginning from 1 and counting in steps of two up to 
39. The parameters 0a and 1a  are given by Kvamme et al. [57] and adapted into Table 4.5.  
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For carbon dioxide, a vaguely different approach is utilized. The density of carbon dioxide in 
liquid water will correspond to the partial molar volume of CO2 at infinite dilution. The 
chemical potential of the ideal gas at infinite dilution is not sensitive to pressures, so the 









 = − + −                  (4.57) 
Where 0,RT is 273.15 K  divided by the actual temperature. Equation 4.57 does not apply to 
temperatures above 303 Kelvin or below 273.16 Kelvin due to the limited range of 
temperatures for which infinite partial molar volumes are used. The fugacity coefficient for 
























               (4.59) 
Where RT  is the actual temperature divided by the critical temperature for carbon dioxide 
(304.35 K). The parameters 0a and 1a  are given in Table 4.5. The chemical potential for 
carbon dioxide in liquid water is given as: 
2 2 2 2
aqueous ,idealgas
CO CO CO CO(T,P, y) (T,P, y) RTln x (T,P, x)
   =  +                  (4.58) 
In this case, the only change to equation 4.51 is in the cavity partition function, so that 
equation 4.20 is now with more specific notations: 
( , , ) ( )aqueous inclusioniki
ki
















 =  
 
                    (4.61) 
The computed free energies of guest inclusion can be calculated by the equation above by 
using the coefficients in Table 4.4.  The chemical potential for methane (equation 4.53) or 
carbon dioxide (equation 4.58) can be applied since it is assumed that the chemical potential 
for the guest molecule has the same chemical potential in both cavities in the case of 
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equilibrium conditions, , large cavity ,  cavityi i small = .  A difference, in relative to the case of 
separate phases for liquid water and hydrate former, sits in the enthalpy for the hydrate former 
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                  (4.63) 
For non-equilibrium cases, the only phase that needs attention is the hydrate phase, because 
the description of all fluids phase is continuous, while the theory for hydrate is based on a 
Langmuir type of equilibrium theory [58]. The chemical potentials of guest molecules in 
hydrates are not directly available from models and may be approached using a Taylor 
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                        (4.64) 
Where “eq” in the superscript denotes the equilibrium values, with all the derivatives 
evaluated at equilibrium. The chemical potentials needed for equation 4.25 in a non-
equilibrium case is given by: 
( )
, ,
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Table 4.4: Coefficients for Δginclusion series expansion in case of methane inclusion in both 
large and small cavities.  Coefficients for inverse-temperature expansion in case of carbon 
dioxide inclusion, if no CO2 enters the small cavities. Adapted from ref [59]. 
 
 








0a  1a  0a  1a  
1     1.360608     3.796962 −139.137483 −138.899061 
3      0.033630     -0.703216 −76.549658 −72.397006 
5      0.656974   -12.441339 −20.868725 −14.715982 
7     1.763890   -21.119318 18.030987 24.548835 
9     5.337858   -33.298760 44.210433 52.904238 
11     -0.024750    12.387276 63.353037 71.596515 
13    48.353808    17.261174 74.713278 82.605791 
15   -11.580192    16.384626 80.411175 88.536302 
17     -0.087295    13.171333 82.710575 90.262518 
19     -0.558793    13.556732 82.017332 89.094887 
21   -23.753020    16.573197 79.373137 85.956670 
23   -10.128675    13.591099 75.429910 81.519167 
25   -41.212178     5.060082 70.680932 76.270320 
27   -31.279868    31.289978 65.490785 70.551406 
29   -23.855418    31.720767 60.126698 64.683147 
31   -35.125907    37.064849 54.782421 58.865478 
33   -33.675110    41.544360 49.592998 53.235844 
35   -27.027285    57.609882 44.500001 47.728622 
37   -19.026786    54.961702 39.869990 42.730831 









( / )ik kJ mol  Small cavity Large cavity Small cavity Large cavity 
0 −42.47683 17.97150 0 14.85234 
1 119.24124 −23.440123 0 2.70758 
2 −183.19565 −161.81535 0 −92.74317 
3 128.39252 45.20561 0 −5.07768 x 10-001
 
4 −54.98784 36.67261 0 9.40264 
5 −78.55671 138.00217 0 21.65244 
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5 Results and discussion  
 
 
The estimated equilibrium curves for both methane and carbon dioxide are presented in 
Figure 5.1 and Figure 5.2. The other data points are the conditions used to conduct 
experiments or calculation of enthalpy in Table 4.1 and Table 4.2 by the other authors to show 
that there exists an agreement about this. 
The rapid steep change for CO2 in Figure 5.2 is due to the phase change that occurs at around 
283 K and 46.9 bars, where the SRK EOS is not that accurate. 
It seems that the bulk of published research, either measure or calculate equilibrium pressures 
for CO2 to the point of phase change and no further, or they skip the whole section below the 
phase change. This phase change will, of course, affect other calculations at the same pressure 
and temperature region and therefore makes it easier to see which plots are related to methane 
and which is related to carbon dioxide in the result figures. 
However, the phase change and its effect are explained in more substantial details in an article 






Figure 5.1: Equilibrium curve for methane from the residual thermodynamics shown as a 
solid line compared with pressure and temperature plots used from other literature [61] [23] 
[62] [49] [43] such as in Table 4.1. 
 
Figure 5.2: Equilibrium curve for carbon dioxide from the residual thermodynamics shown as 
a solid line compared with pressure and temperature data used from other literature [51] 
[44] such as in Table 4.2. 
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5.1 Evaluating the chemical potential, free energy, and mole fraction 
in hydrates by means of residual thermodynamics 
 
By using the mole fraction of guest in the hydrate along with the chemical potential of water 
and guest in the hydrate makes it possible to calculate the molar free energy. The calculated 
mole fractions of both methane and carbon dioxide in the hydrate is presented in Figure 5.3. 
The calculated chemical potential of guests in hydrates and water in the hydrate is plotted in 
Figure 5.4 and Figure 5.5. An example of the calculation of the molar free energy for a 
methane hydrate at goes as follows:  The mole fractions of methane inside the hydrate, 
formed from a saturated solution, was calculated by using the expression in equation 4.23, and 
the results are plotted in Figure 5.3.  The mole fraction of water in the hydrate can now be 
calculated by using the expression in equation 4.24.  































The chemical potential of water in hydrate was found using the expression in equation 4.19, 
and the chemical potential of methane in hydrate was found using the expression in equation 
4.21. These values are plotted in Figure 5.4. 
Table 5.1: Calculated mole fractions and chemical potentials for water and methane in 
hydrate at equilibrium condition. 
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The values in Table 5.1 can now be applied to equation 4.25 for calculating the molar free 
energy of the methane hydrate. 
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The calculated molar free energy for both CH4 and CO2 hydrates along the equilibrium curves 
is plotted in Figure 5.4 and Figure 5.5. These values are essential for further calculation 
involving the enthalpies of hydrate formation.  
If we approximate that the hydrate former guest reaches equilibrium, or close to equilibrium, 
then: 
Hydrate liquid water gas
i i i  = =  
Where i  is the guest component. For example, in the case of methane, since the chemical 








CH k CH k
h h  and 
4 4, ,
liquid watergas
CH k CH k
   
Different composition and different free energy define different phases [63]. This is the 
reason there are three different hydrate formation (H1, H2, and H3) which is explained in 
chapter 3. The dynamic development of the system is controlled by the minimum free energy 
under constrains of conservation of mass and energy. For stable hydrate formation, the 
chemical potential for water and guest in the hydrate phase must be lower than in the 
separated phase. This means that the water prefers to be in a hydrate phase and not in a liquid 
phase (or gas). The same thing goes for the guest molecules. In the case of hydrate condition, 
the CH4 and CO2 molecules prefer to be in a hydrate phase, not in an aqueous solution, gas or 
a supercritical fluid. 
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   For water:        For hydrate former: 
2 2 2
Hydrate Liquid vapour
H O H O H O




     
Hydrate phase is the lowest free energy phase for water and will control the possible 
remaining hydrocarbons of each type in the presence of hydrate. Take note that the molar free 
energy of CO2 hydrate in Figure 5.5 is lower than the molar free energy of CH4 in Figure 5.4 
with a difference of approximately 1-2 kJ/mole. This implies that the CO2 hydrate is more 
stable than the CH4 hydrate and is an important factor for cases where “swapping” methane 
guests with carbon dioxide in hydrate reservoirs for natural gas production and CO2 storing.  
The solubility of hydrocarbons in water is limited. The solubility of methane in liquid water is 
shown in Figure 5.6 as a function of temperature and pressure. Each of those blue lines 




x  at different constant pressure (48 bars to 200 bars) with 
increasing temperature (273.16 K – 290.0 K). The other solid lines, which is coloured black, 
is the minimum mole fraction of CH4 in water that is required to maintain hydrate stability. If 
the concentration of hydrate formers in the surrounding water is below the black lines, then 
hydrate will start to dissociate. The free energy of a hydrate is controlled by the pressure, 
temperature and the concentration in the system, and so does the stability as equation 4.5 
shows: 
ni i i i i i
j ji
dG V dP S dT dN − +   
The pressure change shows a significant impact on the solubility of methane. The solubility of 
CO2 and the minimum mole fraction of CO2 in water for hydrate stability is plotted in Figure 
5.7.  Carbon dioxide is significantly more soluble in water than methane is. By comparing the 
two different figures, shows that the solubility of CO2 in liquid water at 48 bars and 273.16 K, 
is between 17-18 times higher compared to methane at the same pressure and temperature. 
This massive difference will be reduced as the temperature and pressure increase. The 
supersaturation is the difference between the hydrate stability limit, as given in Figure 5.6 and 
Figure 5.7. The hydrate can grow from an initial liquid solubility until the liquid mole fraction 
of hydrate former has reached the stability limit. The mole fraction of guest in hydrate varies 
considerably from very low supersaturation near the stability limit of the hydrate up to the 
maximum driving force for the solubility limit [57]. For homogeneous hydrate formation, 
there will be an infinite number of hydrate phases corresponding to concentrations spanning 










Figure 5.3: Mole fraction of guest component in hydrate formed from saturated aqueous 
solutions as a function of temperature. The solid line is for methane hydrate, and the dashed 











Figure 5.4: The chemical potential for methane and water in the clathrate hydrate along the 













Figure 5.5: The chemical potential for carbon dioxide and water in the clathrate hydrate 
along the equilibrium line, respectfully. The dashed line in the middle is the molar free energy 













Figure 5.6: The solid black lines are the minimum mole fraction of methane in liquid water 













Figure 5.7: The solid black lines are the minimum mole fraction of carbon dioxide in liquid 







5.2 Evaluating the enthalpies of hydrate formation using residual 
thermodynamics 
 
The enthalpy changes of hydrate formation from pure CH4, CO2, and liquid H2O along the 
equilibrium line, the three-phase co-existing conditions (L-H-V), have been estimated using 
residual thermodynamics, as shown in Figure 5.8 and Figure 5.9. The enthalpy values for 
hydrate formation is presented as a function of pressure and temperature in Figure 5.10.  
This figure illustrates how different the enthalpy change is for the different hydrate formers. 
The sharp change in curvature of the CO2 hydrate tells us that it requires increasing high 
pressure to maintain hydrate equilibrium as the temperature increases. 
This occurs at around 282 K and up. Such extreme conditions are not likely for reservoir 
conditions and therefore not worth discussing. The difference in enthalpy change, however, is 
noteworthy. It is difficult to see the difference in Figure 5.10 unless we plot the enthalpy of 
hydrate formation along the equilibrium curve for both CH4 and CO2 as a function of 
temperature, as shown in Figure 5.11. 
The formation of CO2 hydrate releases approximately 9-11 kJ/mole more energy than the 
energy required to dissociate CH4 hydrate.  The benefit is that not only is CO2 hydrate 
thermodynamically more stable than CH4 hydrate, but by injecting CO2 gas into CH4 hydrate 
reservoirs, the heat of formation is enough to dissociate more CH4 hydrate than the amount of 
CO2 injected. 
Another benefit of this is that this is a noteworthy alternative to capture the greenhouse gas 
instead of releasing it into the atmosphere. Carbon capture and hydrates have been Kvamme's 
primary research over many years, and he has published several papers within this subject. 
For instance, a recent study of his shows how methanol inhibitor affects the enthalpy of 
hydrate formation for CH4 and CO2 hydrates [4]. This theory of production is still under 
development and have some constraint. The nucleation of the carbon dioxide/pore water 




By adding surfactants to the injected carbon dioxide will reduce the hydrate formation on the 
interface and consequently make it possible to control combined methane production and 
carbon dioxide storage [64]. 
From Figure 5.8 and Figure 5.9, we can see that the enthalpy change for hydrate formation 
decreases (note the negative sign) as the pressure and temperature conditions increases. As 
explained before, the negative enthalpy value for hydrate formation is because it is 
exothermic, for hydrate dissociation it is the opposite. 
During hydrate crystallisation, heat must be transported out of the system. When all the other 
conditions for hydrate formation is encountered, the heat transport is still a significant factor. 
It is about 2 to 3 times [65] the amount of mass transport, which is more rapid, so a restriction 


















Figure 5.8: Enthalpy change of methane 
(CH4) hydrate formation with hydrate 
equilibrium. 
Figure 5.9: Enthalpy change of carbon 





Figure 5.10: Three-dimensional plot of the enthalpy change of hydrate formation as a 
function of temperature and pressure. The solid lines are for different hydrate former, the 









Figure 5.11: Enthalpy change of hydrate formation as a function of temperature. The solid 
curve at the top is for methane (CH4) hydrate, the dashed curve with a slight steep change at 












Figure 5.12: Hydration/Occupation number for different hydrates as a function of 
temperature. At the top with a dashed line and a sharp change in curvature (due to change in 
density) is for carbon dioxide (CO2) hydrate. At the bottom with a solid smooth line is for 









Table 5.2: Hydration number and heat of formation for carbon dioxide and methane hydrates 
computed using residual thermodynamics, respectively. These values are based on the 
equilibrium pressure and temperature, which is listed with a step of approximately one Kelvin 











( )bars  
Hydration  
number  
( )n  
H  
( / )kJ mol  
Pressure  
( )bars  
Hydration  
number  
( )n  
H  
( / )kJ mol  
273.16 14.19 7.26 -67.79 25.19 6.46 -57.07 
274.17 15.73 7.24 -67.24 27.87 6.43 -56.63 
275.19 17.70 7.22 -66.63 31.20 6.40 -56.16 
276.15 19.73 7.20 -66.08 34.53 6.38 -55.75 
277.16 22.21 7.18 -65.50 38.45 6.37 -55.31 
278.17 25.06 7.16 -64.91 42.83 6.35 -54.88 
279.19 28.37 7.14 -64.33 47.72 6.33 -54.44 
280.14 31.96 7.11 -63.77 52.87 6.32 -54.03 
281.16 36.34 7.09 -63.18 58.97 6.31 -53.57 
282.17 41.42 7.07 -62.59 65.80 6.30 -53.11 
283.19 95.55 6.72 -61.50 73.48 6.29 -52.64 
284.14 109.88 6.69 -60.96 81.64 6.29 -52.17 
285.15 128.38 6.67 -60.40 91.41 6.28 -51.65 
286.17 152.24 6.64 -59.86 102.55 6.28 -51.11 
287.18 185.60 6.62 -59.36 115.41 6.27 -50.54 
288.14 233.44 6.59 -58.96 129.55 6.27 -49.97 
289.16 313.22 6.57 -58.68 147.28 6.26 -49.33 






5.3 Evaluating the various approaches: Clapeyron, Clausius-
Clapeyron, experimental and residual thermodynamics 
 
Even though there are plenty of different theories for hydrates formation/dissociation, one of 
the main concepts for this thesis is to give an overview of the considerable uncertainty in 
hydrate literature, but also to compare the heat of formation for hydrates using residual 
thermodynamics with other approaches. Kvamme and his research team usually present their 
values in graphic plot and not in tables. Since this work is reviewing other works of literature 
and their limitation of information, then we should also specify our data in the form of a table. 
The equilibrium pressures in Table 5.2 were used to calculate the change in enthalpy of CH4 
and CO2 hydrate formation, but also hydration number at a given temperature using residual 
thermodynamics. The table presents the values calculated from 273.16 K to 290 K, with a 
change in temperature at around one kelvin for each step. The heat of dissociation/formation 
(enthalpy) and hydration number for both methane and carbon dioxide hydrate obtained from 
different literature is presented in Figure 5.13  to Figure 5.16, along with the results using 
residual thermodynamics. 
The result from Nakagawa et al. [50] are not entirely relevant here due to their value being 
determined at a constant pressure of 5 MPa over a temperature range of 279 K to 282 K, so 
the 4 data points plotted in Figure 5.13 are the same enthalpy value. They did not give any 
information about the hydration number.  
Most of the approaches are indirect methods that are obtained at equilibrium. This means that 
non-equilibrium conditions are overlooked, such as superheating, the amount of heat to 
dissociate above the equilibrium. Several of those do not even provide information about the 
pressure and temperature conditions used for their evaluation [66]. 
The lack of information concerning the equation of state or compressibility factors used for 
their calculation is not always described. A short brief of the literature data plotted in the 
figures is given here. Some of it will be a repetition of the experimental literature reviewed in 




The enthalpies of hydrate dissociation were calculated by Nakamura et al. [62] by applying 
the Clapeyron equation on equilibrium (T, P) data they measured experimentally with a high-
pressure cell apparatus. The volumetric fluid properties of methane were evaluated using 
IUPAC recommendation equation in Angus et al. [67], and the molar volume for methane 
hydrate was estimated from a lattice constant of the structure (I) hydrate [68]. They assumed 
ideal hydration for their work, and their results are plotted in Figure 5.13. 
The change in enthalpy for dissociation of formation does not show any significant 
dependence on temperature. De Roo et al. [61] used the Clapeyron equation for their approach 
to determining the enthalpy dissociation of methane hydrate. Their value stands out compared 
to the other literature with a value of 67.85 kJ/mol. They also calculated the hydration number 
at the quadruple point (ice - liquid water – hydrate – vapour) at 2.523 MPa and 272.95 K. This 
resulted in hydration number of 7.4, but after using the Mille and Strong method, their 
hydration number was reduced to 6.3 as shown in Figure 5.15. 
The evaluation of hydrate dissociation enthalpies using Clapeyron equation was also done by 
Anderson [44] [49]. He calculated for both methane and carbon dioxide along the equilibrium 
curve, respectively, and his results are plotted in Figure 5.13 and Figure 5.14. For his 
calculation, he considered the finite volumes of all the phases, methane solubility in liquid 
water and the nonideality of the gas phase. The equilibrium data used for his calculation were 
obtained from Sloan [69] in a temperature range of 273 K to 290 K. The change in enthalpy 
for hydrate dissociation did not show any remarkable temperature dependency, especially for 
methane hydrate.  
In the 1940s, Robert et al. [70] evaluated the enthalpy change for methane hydrate 
dissociation along the three-phase equilibrium line using the Clapeyron equation. The results 
plotted in Figure 5.13, was found in Glew [71], but information regarding the equation of 
state used for their calculation is not available. Their results do not show any significant 
dependence on temperature. In fact, their results show a negative slope as the temperature 
increases. 
Another literature from the 1940s is Deaton and Frost [72]. They evaluated the dissociation 
enthalpy for methane hydrate but used the simplified Clausius-Clapeyron equation. Their 
result did not show any particular dependency on temperature and is plotted in Figure 5.13. 
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These data were found in Glew [71], but details of the equation of state used were not given. 
The Soave-Redlich-Kwang equation of state was not available before 1972, and the work of 
both Robert et al. [70], Deaton and Frost [72] were done up till 1971. 
As mentioned in section 4.7.3, Kang et al. [51] used an isothermal microcalorimeter to 
directly measure the enthalpy change for both methane and carbon dioxide hydrate 
dissociation. However, the experiment was performed at low pressures, 1.0 bar (0.1 MPa) at 
273.65 K (for CO2 hydrate) which is way below the equilibrium pressure. 
Gupta et al. [43] used experiments, Clapeyron and Clausius-Clapeyron equation to determine 
the enthalpy of methane hydrate dissociation. Unlike Kang et al. [51], Gupta and his team 
used high pressures for their calorimeter experiments. The pressures and temperatures used in 
the experiments were also used to calculate enthalpy values using the other approaches; 
Clapeyron and Clausius-Clapeyron equation. This was done for comparing the different 
methods. They assumed a constant hydration number, based on Circone et al. [73]. For the 
Clausius-Clapeyron approach, they assumed that molar volumes of methane hydrate were 
equal to water, which is based on Dickens et al. [74]. The use of Clausius-Clapeyron is 
described in section 4.7.2.  Their Clapeyron approach was based on a method proposed by 
Anderson [44] [49]. All three different approaches are plotted in Figure 5.13. 
Lievois et al. [23] used a calorimeter for their experiments on methane hydrates. To determine 
the hydration number, they measured the pressure change in the system to track the guest 
molecules, and their result is plotted in Figure 5.15. Most of the different works of literature 
within the field of methane hydrate enthalpies compare their values with the work of Handa 
[45]. For his experiments with a calorimeter, he considered corrections for the nonideality of 
the gas phase, impact of pressure on condensed phase volumes and the solubility of a gas in 
water. 
The fugacity of methane was obtained from Angus et al. [67], and the fugacity of propane, 
iso-butane and ethane was with the use of second virial coefficients [75]. The solubility and 





Lirio and Pessoa [66] published their work in 2013 using the Clausius-Clapeyron equation. 
They calculated the enthalpy of dissociation for pure CO2 hydrate, but also various mixed 
systems of sodium dodecyl sulphate, tetrahydrofuran and CO2. The equilibrium conditions 
were measured using the closed-loop method at a constant cooling rate. They also stated in 
their work that they used equilibrium data from the literature, so both their generated values 
and other literature data were used to indirectly evaluate both the hydration/occupation 
number and the heat of dissociation.  
A very steep slope can be observed in both Figure 5.14 and Figure 5.16, and to compensate 
they used an average value for both hydration number and for the enthalpy of dissociation to 
compare with other kinds of literature. 
Sabil et al. [77] also first directly measured the 3 phase hydrate equilibrium conditions of pure 
CO2 and mixtures with tetrahydrofuran and used the Clausius-Clapeyron equation to calculate 
the enthalpy of dissociation. Their work highlights that the compressibility faction has a 
significant impact on the enthalpy value. 
A modified version of Clausius-Clapeyron, a theory proposed by Sloan and Fleyfel [78] was 
used by Skovborg and Rasmussen [29] in which a more detailed P and T  relation for the 
liquid water/hydrate/vapour equilibrium than the regular Clausius-Clapeyron equation. They 
considered the total amounts of water going into the hydrate structure for a unit mole of the 
different gases.  
Udachin et al. [79] used X-ray to evaluate the hydration number of CO2 hydrate. Yoon et al. 
[80] used a modified Clausius-Clapeyron equation to determine the enthalpy of hydrate 
dissociation and hydration number that considers the change in compressibility by phase 
transition and the guest molecules solubility in the liquid phase. They also stated that the 













Figure 5.13: Enthalpy of methane (CH4) hydrate formation calculated using residual 
thermodynamics shown as a solid line. The other data points are different literatures plotted 
for comparing enthalpy values at certain temperatures [62] [49] [70] [72] [51] [43] [23] 












Figure 5.14: Enthalpy of carbon dioxide (CO2) hydrate formation calculated using residual 
thermodynamics shown as a solid line. The other data points are different works of literature 












Figure 5.15: Hydration number for methane (CH4) hydrate as a function of temperature 
calculated using residual thermodynamic, shown as a solid line. The other data points are 











Figure 5.16: Hydration number for carbon dioxide (CO2) hydrate as a function of 
temperature calculated using residual thermodynamic, shown as a solid line. The other data 







6 General Discussion  
 
Most of the available experimental data for enthalpies of hydrate formation/dissociation for 
methane or carbon dioxide are limited. Methane hydrate is far the most popular hydrate 
former compared to CO2 hydrate or other gases in works of literature. Some are determined 
directly using apparatus such as calorimetry, and some of the data is indirect that they first 
measured the hydrate equilibrium curve and then apply the Clausius-Clapeyron approach. For 
pure components, such as methane and carbon dioxide, the chemical potential of the particular 
component must be equal along the equilibrium curve, but for a complex structure like 
hydrate, it is not quite as insignificant, but can be done for pure hydrate former [44]. 
The incline in the free energy for different hydrate formers is different for mixtures of hydrate 
formers (such as CH4 + CO2, CH4 + C2H6), and the different hydrate formers will have 
various attractions to water and different thermodynamic preferences for condensing on the 
surface of liquid water. So for mixtures of carbon dioxide and supercritical methane, the 
carbon dioxide will adsorb on the liquid water which will have a thermodynamic driving force 
for condensing on the water surface. Examples of this can be found in the work of Kvamme 
[81] where 10 mol per cent of carbon dioxide in the air result in 30 per cent of the carbon 
dioxide to adsorbed on the liquid water (at 30 bars and 274 K). 
The concentration of carbon dioxide at the gas side interface will also suggest in super-
saturation of carbon dioxide at the liquid water interface. As a result, the formed hydrate will 
be dominated by carbon dioxide, with small amounts of nitrogen in the small cavities. This 
will also be in the case of mixtures of carbon dioxide and methane. 
It is the adsorbed concentrations and the chemical potentials which will determine the 
concentration at the liquid interface and the composition of the hydrate. For closed systems of 
primary composition, the most stable hydrate will form, following the 1st and 2nd law of 
thermodynamics.  
These characteristics can not be calculated using the Clapeyron equation on its own. 
However, it can be applied in combination with a free-energy minimisation scheme. The 
approach using residual thermodynamic can efficiently be used for any simple or mixtures of 
hydrates that will form during a free-energy analysis of hydrate formation. 
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Anderson [44] used an equilibrium approach based on the difference in chemical potential 
between liquid water and empty hydrate clathrate for the calculation of the equilibrium curve, 
hence could not calculate outside of the equilibrium conditions. 
Residual thermodynamics do not have these types of limitations and can be applied for all 
phases and components in all phases. Many publications use the simplified Clausius-
Clapeyron equation together with experimental or calculated hydrate equilibrium curve. These 
approaches fail at the conditions where the condensed phase volumes become significant. 
Even if the temperature is presented, the missing information about the pressure makes it 
impossible to characterise the degree of superheating, relative to the hydrate equilibrium 
pressure at the provided temperature. 
A conventional example can be found in the work of Kang et al. [51], who stated that the 
pressure was kept above the dissociation equilibrium pressure. Information regarding the level 
of superheating is critical in understanding how much heat is used into heating the hydrate 
sample and how much heat is actually being used to dissociate the sample. This is important 
as it is definitely not possible to dissociate a sample exactly at equilibrium conditions since 
that will require infinite time. 
As long as both the temperature and pressure in the experiment are defined, we know for a 
fact that it is a non-equilibrium system. The typical equilibrium conditions are not bounded to 
the chemical potentials of the components in different phases (liquid, hydrate, gas), that other 
factors can influence the phase transitions. During hydrate dissociation, it can dissociate 
towards a liquid water phase that contains a lower concentration of CO2 than the required 
minimum concentration for hydrate stability. 
It is also possible for hydrate to dissociate towards a gas phase, which is undersaturated with 
water molecules. Information regarding the stirring rate is crucial since it affects the ratio of 
hydrate formed from gas and water vs the hydrate formed from dissolved hydrate formers in 
the liquid water. It can also promote supersaturation and distribution of nano and microsized 
bubbles of hydrate formers that have other properties than a bulk gas phase, because of the 





For systems where carbon dioxide is in contact with THF enriched water, this is even more 
crucial. The combination of heterogeneous and homogeneous hydrates is a complex issue that 
makes it difficult to understand their experimental data. Even for simple, pure carbon dioxide, 
a huge variety of hydrates will form from gas and water, and dissolved carbon dioxide in the 
liquid water. The calculated solubility of carbon dioxide is plotted in Figure 5.7 on page 66, 
but a more detailed description can be found in the work of Kvamme et al. [57]. 
From each hydrate formed from a given mole fraction of carbon dioxide in the water solution, 
and since the filling fraction is unique, it produces a unique hydrate. These results and similar 
calculation can be found in the work of Kvamme [82] [25] [83]. 
The work of Delahaye et al. [52] is difficult to understand since they use as up to 30 wt % 
(weight per cent) of THF and only presents hydrate pressure and temperature curves, while 
much of the hydrate may form in the liquid water solution. 
The composition of hydrates from these solutions might vary significantly due to the rate of 
stirring and the concentration of carbon dioxide and THF in the water at all times. 
Because of this and the other causes of inaccuracy, their results were not used for this work, 
and the same goes for their work from 2004 [84] at which they reported a constant hydration 














The available experimental data of enthalpies of hydrate formation and dissociation in works 
of literature are minimal and commonly lack critical information necessary for interpretation. 
In most of the cases, the hydration number, which gives valuable information about the 
hydrate composition is either missing, estimated or hold constant. The degree of superheating 
during hydrate dissociation is also frequently missing. 
Models based on the Clausius-Clapeyron approach seems to be the most popular and 
favourable for evaluation enthalpies of hydrate dissociation. These methods have several 
limitations, which have been debated in this work. The proposed method in this work is built 
on residual thermodynamics. Because the enthalpy change of hydrate phase change is directly 
connected to the change in free-energy, the enthalpy of hydrate formation and dissociation 
can be calculated directly. 
Although this work only considered simple CH4 and CO2 hydrates at equilibrium conditions, 
there are no limitations for this approach, and it can be used for all mixtures, all components, 
in all phases at every condition. This implies that it can be used for non-equilibrium purposes, 
which is conditions outside the equilibrium. Calculation based on non-equilibrium conditions 
is more suitable and realistic since hydrates can never reach equilibrium in nature. 
Unlike the Clapeyron approach, which is locked to equilibrium conditions, residual 
thermodynamics would be the best choice for calculating hydrate phase transitions. This is 
relevant for industries where realistic thermodynamically properties will be necessary. 
Production of natural gas from hydrates using CO2 swapping requires a better understanding 
of the theory and is already proposed using residual thermodynamics. Transport of natural gas 
in pipelines is also relevant, due to nucleation of hydrate toward mineral surfaces that can 






8 Suggestion for further work 
 
Just before working on this thesis, our research group was already working on a paper for a  
scientific journal. I was supposed to look for some experimental data we could use for 
comparison, and it was not meant to be a significant focus.  That was easier said than done, 
but that created the objective for this master thesis.  Most of the time, working on this thesis 
went into doing research and examining experimental data. In fact, most of the articles found 
were not even mention in this work. There were several reasons for this: 
Most of the experimental literature ended up using either Clapeyron or Clausius-Clapeyron to 
calculate the final enthalpy of hydrate dissociation. Many of the estimated values, such as 
hydration numbers were not mentioned at all. There were different apparatus and different 
approaches used, and the lack of useful information during their setup or experiments made it 
difficult to decide if this was good enough for comparison. 
A suggestion for future work would be to do more experiments with calorimetry but 
conducting them more precisely.  Hydrates require high pressure and low temperature to 
form, which was and still is a challenge when performing precise measurements. Better 
information of the setup and the process during the experiment would be helpful, such as; 
Where the temperature is measured (Inside the hydrate core, just underneath the hydrate 
surface, in the liquid water, in the gas phase), at what pressure, concentration and time, the list 
goes on. Even though hydrates can never reach equilibrium, conducting these experiments 
close to these conditions would be a challenge, time-consuming and expensive but not 
impossible. Another suggestion for future work is to calculate the enthalpy changes of hydrate 
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